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The kinetics of ferrate(VI) decomposition in natural water were assessed in the absence and presence of natural
organic matter (NOM) (pH = 7.50, [Fe(VI)] = 54 µM, DOC = 0.00–10.00 and 1.00–8.57 mg/L for a simulated
natural water and six real natural waters, respectively). Without NOM, Fe(VI) decomposition in simulated
natural water exhibited a biphasic kinetics pattern, i.e. a 2nd-order reaction with respect to Fe(VI) concentration
followed by a 1st-order reaction. However, an additional instant Fe(VI) loss was observed at the onset in the
presence of NOM for both simulated and real natural waters, thereby rendering Fe(VI) decay with NOM a unique
three-stage kinetics pattern. The initial instant Fe(VI) loss was caused due to the homogenous Fe(VI) self-decay
and the rapid reactions between Fe(VI) and NOM. The latter accounted for a major fraction of the initial Fe(VI)
loss and was in direct proportion with the initial DOC (DOC0) (Δ[Fe(VI)]0DOC = αNOM DOC0; αNOM = 1.45 µM Fe
(VI)·L/mg DOC for the simulated natural water, and 0.66–1.35 µM Fe(VI)·L/mg DOC for the six natural waters).
Fe(VI) decomposition experiments with diﬀerent Suwannee River NOM isolates revealed that hydrophobic NOM
fractions (i.e. fulvic acid (FA) and humic acid (HA)) caused a more signiﬁcant initial Fe(VI) loss than the hydrophilic group (HPI), suggesting that Fe(VI) preferentially reacted with hydrophobic NOM molecules rather
than hydrophilic compounds. Furthermore, an approach developed for the estimation of αNOM revealed a linear
correlation between αNOM and speciﬁc UV absorbance (SUVA) (αNOM = 0.27SUVA + 0.18, R2 = 0.71). This
study provides essential information regarding Fe(VI) decomposition for the determination of Fe(VI) dose and
exposure for eﬀective water treatment.
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1. Introduction

buﬀered solutions. The chemical buﬀers used can maintain the solution
pH and prevent the precipitation of Fe(III) through complex reactions,
facilitating the optical spectrophotometric Fe(VI) monitoring [23].
However, the Fe(VI) stability and reactivity might be accordingly altered. Jiang et al. [42] found that these buﬀer chemicals could stabilize
Fe(VI) in water, to diﬀerent degrees, through the complexation of Fe
(III) precipitation products capable of surface-catalyzing Fe(VI) decomposition. The stabilizing eﬀects of the diﬀerent buﬀer chemicals
followed the order: phosphate > carbonate > borate.
Besides self-decomposition in water, Fe(VI) undergoes rapid reactions with certain constituents in water. One such example is natural
organic matter (NOM) ubiquitously present in natural waters. NOM is a
very diverse collection of organic molecules derived from natural
sources [27,28]. Previous studies mostly focused on Fe(VI) transformation and removal of NOM or its individual isolates in water
[14,29–33]. However, information regarding the kinetics of Fe(VI)
decomposition in the presence of NOM is limited. Jiang et al. [42]
found that Fe(VI) decayed more rapidly in a borated-buﬀered deionized
water than in natural waters, and concluded that NOM stabilized Fe(VI)
in the natural waters through the inhibition of catalytic eﬀects of Fe(VI)
reduction products on Fe(VI) decomposition. However, the studies did
not rule out the potential inhibiting roles of other constituents present
in natural water but absent in buﬀered deionized water.
A good understanding of Fe(VI) decomposition under drinking
water treatment conditions is essential to determine Fe(VI) exposure
and lifetime for its water treatment applications. The objective of this
study was to investigate ferrate(VI) decomposition in both simulated
and real natural waters, speciﬁcally to determine the eﬀects of NOM
and its diﬀerent isolates on Fe(VI) decomposition.

Ferrate(VI), i.e. FeO42−, has been early recognized as a potential
agent for drinking water treatment [1,2]. Recently, it has gained an
increasing interest due to its ability to perform multiple functions,
particularly as an oxidant and a coagulant, with little production of
undesirable disinfection byproducts [3,4]. Because of a high oxidative
capacity, Fe(VI) can be an alternative chemical used for pre-oxidation
and disinfection in water treatment. It has been demonstrated to chemically decompose a variety of emerging compounds [5–8] and inactivate bacteria and virus [9–13]. Moreover, the in-situ produced ferric
iron (Fe(III)) as the ﬁnal product of Fe(VI) reduction can serve as a
coagulant [14,15] that would facilitate the removal of colloidal particles [16], algae [17], and certain toxic inorganic substances (e.g. arsenic) [18–21]. However, the aqueous chemistry of ferrate(VI) remains
relatively underdeveloped in comparison with the knowledge of many
existing water treatment agents (e.g. O3). Therefore, more eﬀorts are
needed for the optimization of ferrate(VI) application for water treatment.
One of the essential challenges is to understand the eﬀects of natural
reductants on the kinetics of Fe(VI) decomposition in water. Fe(VI)
decays through two pathways, i.e. spontaneous self-decay and reactions
with various constituents in water [3]. Fe(VI) in water exists in four
individual protonated forms (H3FeO4+, H2FeO4, HFeO4−, and FeO42−)
with pK1 = 1.6 [22], pK2 = 3.5 [22,23], and pK3 = 7.3 [22]. Generally,
its reactivity and instability increase with the degree of protonation. It
should be noted that HFeO4− and/or FeO42− are the dominant ferrate
species in water under a typical water treatment pH range. HFeO4− is
much more reactive and unstable than FeO4−. An overall reaction of Fe
(VI) self-decay in water has been proposed as follows [24].

2. Materials and methods

2FeO24− + 5H2 O= 2Fe3 + + 10OH− + 1.5O2 ↑

(1)
2.1. Chemicals and reagents

Eq. (1) cannot provide the detailed fundamental information on Fe
(VI) self-decay. Earlier eﬀorts explored Fe(VI) stability in aqueous solutions [25,26], but the pH conditions tested (over pH 10.0) were beyond the range relevant to water treatment. Carr et al. [23] studied the
kinetics of Fe(VI) self-decay as a function of pH (2.53–9.31) in buﬀered
solutions. Most of their tests were completed in 0.2 M phosphate solution, while the others were performed using borate, carbonate, and
pyrophosphate buﬀers alone or in combination with phosphate. They
found that Fe(VI) decomposition followed a mixed 1st- and 2nd-order
reaction with respect to [Fe(VI)]. Rush et al. [22] re-examined their
work using stopped-ﬂow and premix pulse-radiolysis studies, and observed that Fe(VI) self-decay kinetics were consistent with a purely 2ndorder reaction mode in a 0.025 M phosphate buﬀer solution with perchloric acid (pH < 3.6), 0.025 M acetate (pH 3.6–5.5), or 0.005 M
borate (pH > 8.0). They postulated that the diﬀerent observations
between the two studies were possibly due to the fact that Carr et al.
[23] used higher strengths of buﬀer chemicals which by themselves
were capable of catalyzing Fe(VI) decomposition. Lee et al. [41] studied
Fe(VI) self-decay at near-neutral pH in 0.001 M phosphate solutions,
and observed a 2nd-order reaction with respect to [Fe(VI)]. They further
proposed that Fe(VI) self-decay began with a two-electron transfer to
generate H2O2 and Fe(IV). The both products reacted with each other to
produce O2 and Fe(II), the latter of which was then oxidized by Fe(VI)
to generate Fe(III) and Fe(V). Recently, Jiang et al. [42] reported that
homogenous Fe(VI) decomposition with a 2nd-order reaction kinetics
mode occurred at pH 7.5 in 0.002–0.02 M phosphate solutions, in
which > 90% of ﬁnal Fe(III) products existed in the dissolved form on a
mass basis. In contrast, heterogeneous Fe(VI) decomposition was observed at pH 7.5 in 0.01 M borate-buﬀered solutions (the dominant Fe
(III) products were > 0.7 µm particles), following a mixed 1st- and 2ndorder reaction with respect to Fe(VI). They validated that the Fe(VI)
decomposition products could catalyze Fe(VI) decomposition. It should
be noted that the aforementioned kinetics studies were performed in

All the reagents used were at least analytical grade, except as noted.
Potassium ferrate (K2FeO4) (> 96%) and 2,2′-azino-bis(3-ethylbenzothiazoline-6-sulfonate) (ABTS) were purchased from Sigma-Aldrich
(St. Louis, MO, USA). All the other chemicals were purchased from
Fisher-Scientiﬁc (Fair Lawn, NJ, USA). All the solutions were prepared
using ultrapure water produced from a Milli-Q water puriﬁcation
system (Milli-Q Direct 8). NOM-free simulated natural water was prepared with chemical composition used in a previous study [34] with
minor modiﬁcation: 1.5 mM NaHCO3, 1.0 mM CaCl2, 0.4 mM Na2SO4,
0.05 mM NaNO3, and 0.4 mM MgSO4. In order to synthesize the NOMcontaining simulated natural water (2.00–10.00 mg/L DOC), the NOMfree simulated natural water was spiked with an appropriate aliquot of
Suwanee River Natural Organic Matter (SR-NOM) (IHSS, St. Paul, MN,
USA) stock solution (100 mg/L DOC). Six raw water samples were
collected from six drinking water treatment plants (WTPs) that are located in Totowa (New Jersey), Short Hills (New Jersey), Bridgewater
(New Jersey), Duval (Washington), Davenport (Iowa), and Peoria (Illinois), respectively. Basic NOM parameters (i.e. DOC and speciﬁc UV
absorbance at 254 nm (SUVA)) of the six natural water samples, indicated as NJ-TO, NJ-SH, NJ-BW, WA-DU, IA-DA, and IL-PE, respectively, are summarized as follows: NJ-TO, 4.44 mg/L DOC and 4.12 L/
mg·m; NJ-SH, 4.98 mg/L DOC and 2.73 L/mg·m; NJ-BW, 3.37 mg/L
DOC and 4.42 /mg·m; WA-DU, 2.32 mg/L DOC and 2.50 L/mg·m; IADA, 8.57 mg/L DOC and 2.17 L/mg·m; and IL-PE, 4.92 mg/L DOC and
3.58 L/mg·m. It should be noted that NJ-TO, NJ-BW, IA-DA, and IL-PE
were river water, while NJ-SH and WA-DU were reservoir water. The
raw water was ﬁltered through 0.45 µm membrane ﬁlters to remove
suspended particles. Initial pH of the simulated or real natural water
was adjusted to 7.50 with 0.1 M NaOH or H2SO4 prior to use. Initial
alkalinity of raw waters was adjusted to 105 mg/L as CaCO3. A concentrated 3.58 mM ferrate(VI) stock solution (i.e. 200 mg/L Fe(VI)) was
prepared by dissolving a certain amount of K2FeO4 in distilled water.
2336
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Fig. 1. Ferrate(VI) decomposition in the simulated
natural
water
(pH = 7.50;
[Fe
NOM = 0.00–10.00 mg/L
(VI)]0 = 54.0 µM;
DOC; symbols and lines represent the measured
and model data, respectively; the insert shows
the initial ferrate(VI) decomposition due to NOM
(Δ[Fe(VI)]tDOC) against the initial NOM (mg/L
DOC) at pH = 7.50; the relative standard deviations of Fe(VI) decomposition results are <
5%, not shown here; and the error bars in the
inset represent one standard deviation).

phases, the measured data was initially ﬁt to diﬀerent kinetic models
over the reaction time from time zero. The best kinetic mode was selected in terms of the coeﬃcient of determination (R2) as the reaction
time proceeded. Once a well-ﬁt model did not ﬁt the measured data
based on R2 when the time was beyond a critical sampling time, the
ﬁtting would go to another stage during which diﬀerent kinetics models
were attempted to ﬁt the remaining measured data. Ferrate(VI) was
spectrophotometrically measured using the ABTS method [35]. Solution pH was measured with an automatic pH titrator. UV absorbance
and DOC were analyzed using a UV/Vis spectrophotometer (HACH DR
5000) and a total organic carbon analyzer (TOC-LCPH, Shimadzu Corp.,
Kyoto, Japan), respectively. Suwanee River NOM was isolated based on
the method reported elsewhere [39,40] with the minor modiﬁcation.
Suwanne River NOM-containing water sample was pre-ﬁltered through
0.45 µm cellulose acetate membrane ﬁlters (Thermo Scientiﬁc) and
then acidiﬁed to pH 2.0 with 5 M sulfuric acid. Humic acids (HA)
precipitated and then were separated from water using centrifugation
at 4500 rpm for 15 min. The HAs were redissolved in 0.05 M NaOH
solution and then protonated and puriﬁed using dialysis against 0.1 M
HCl and ultrapure water (18.2 MΩ.cm, Millipore). Fulvic acids (FA)
were concentrated through adsorption onto Supelite™ DAX-8 resin
(20–60 mesh). Later, they desorbed from the resin through the rinse
with 0.1 M NaOH solution (ﬂow rate = 12 mL/min). The residual NOM
not adsorbed on the DAX-8 resin was considered to be hydrophilic (HPI)
NOM fraction. The NOM isolates were appropriately diluted with NOMfree simulated natural water to prepare HA, FA, and HPI-containing
solutions with DOC = 4.00 mg/L. In this study, all the analytical results
reported represent the mean of the three replicate samples.

Ferrate(VI) concentration in the stock solution was conﬁrmed with the
ABTS method [35].
2.2. Fe(VI) decomposition tests
All the Fe(VI) decomposition tests were performed, at least in triplicate, in 500 mL beakers with 400 mL simulated or real natural water
sample on an automatic pH titrator (TitraLab 856, Radiometer
Analytical, Lyon, France) at room temperature (20 ± 1 °C). Solution
was rapidly mixed with a magnetic bar at 250 rpm to uniformly mix
ferrate(VI) and ferrate(VI) resultant particles in the reactor. To examine
how rapidly Fe(VI) was uniformly dispersed, an appropriate volume of
Fe(VI) stock solution was added to achieve 54 µM Fe(VI) in distilled
water at pH 9.0 at which Fe(VI) is very stable. Two seconds after the
stock solution were introduced, one milliliter of sample was immediately collected from the reactor for Fe(VI) measurement. Results
showed that the added Fe(VI) could be completely mixed within two
seconds in this study. In the ferrate(VI) decomposition kinetics tests, Fe
(VI) decomposition was initiated once an aliquot volume of K2FeO4
stock solution was added. At all the designated sampling times excluding the ﬁrst one, 10 mL sample was withdrawn to immediately
measure residual Fe(VI) using the ABTS method at a wavelength of
410 nm [35]. If needed, the solution pH was manually maintained at
7.50 using 0.1 M NaOH or H2SO4 during the ferrate(VI) decomposition.
For the ﬁrst sample collection, one milliliter of sample was rapidly
collected from the reactor at 5 s after Fe(VI) stock solution was added,
and then pipetted into an ABTS solution 5 s later. Therefore, the ﬁrst
sampling time was 10 s. In the tests that monitored UV254 variation
with time during Fe(VI) oxidation of NOM in the simulated natural
water, 1 mL sample at each sampling time was collected, immediately
mixed with 50 μL 100 mM sodium thiosulfate solution to quench any
residual Fe(VI) for prevention of the further NOM transformation, and
then ﬁltered through 0.45 µm PVDF membrane ﬁlter (Millipore, Bedford, MA, USA) prior to the UV254 measurement. Sodium thiosulfate
capable of promptly reacting with Fe(VI) in water has been commonly
used to quench aqueous Fe(VI) in ferrate(VI) kinetics studies [36–38].
Sodium thiosulfate was used with a stoichiometrically excessive
amount of the Fe(VI) dose, and UV254 absorbance due to thiosulfate was
essentially constant even though all the Fe(VI) reacted with thiosulfate.
Therefore, the NOM-induced UV254 absorbance could be determined
through the subtraction of thiosulfate-induced UV254 from the overall
measured UV254 absorbance.

3. Results and discussion
Ferrate(VI) decomposition in the simulated natural water was determined, as shown in Fig. 1 (pH = 7.50, [Fe(VI)]0 = 54.0 µM, and
NOM = 0.00–10.00 mg/L DOC). A 1st- or 2nd-order kinetics model with
respect to [Fe(VI)] alone could not ﬁt experimental data well over the
entire Fe(VI) decomposition in terms of the coeﬃcient of determination. Instead, the ferrate(VI) decay in the absence of NOM exhibited a
biphasic kinetics pattern (R2 = 0.99). The decomposition was a 2ndorder reaction with respect to [Fe(VI)] with a rate constant of
123.3 M−1·s−1 within the ﬁrst 5 min, and then shifted to a 1st-order
reaction with respect to [Fe(VI)] with a rate constant of
2.78 × 10−3 s−1. In the initial stage, Fe(VI) decomposed in a homogenous or near-homogenous solution, which was demonstrated to occur
through a simple 2nd-order mechanism [41,42] (Eq. (2)).

2.3. Analytical methods and NOM fractionation

r2 = −k2 [Fe (VI )]2

In order to ﬁt experimental kinetic data and determine diﬀerent
2337
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Here, r2 is the 2nd-order Fe(VI) decomposition rate; and k2 is the 2ndorder rate constant of Fe(VI) self-decay in a homogenous solution. The
ensuing transition of Fe(VI) decay behavior was ascribed to the solution
change from a homogenous (or near-homogenous) state to a heterogeneous system with the accumulation of iron hydroxide precipitates in
water. Accompanied with Fe(VI) reduction, Fe(III) as the ﬁnal product
was gradually produced to form iron oxide precipitates that was capable of catalyzing Fe(VI) decay through a 1st-order reaction mechanism
in a heterogeneous system [42] (Eq. (3)).

r1 = −k1 [Fe (VI )]

concertation that is input to Eq.(2) is lower in the presence of NOM than
that in the absence of NOM as a result of Fe(VI) consumption by NOM.
decay
DOC
Accurate determination of Δ[Fe(VI)]tself
,NOM water and Δ[Fe(VI)]t ,NOM water is
cumbersome because this calculation is involved with substitution of
the initial estimates into Eq.(2) in an iterative process. Our analysis
shows that the diﬀerence of the fractions of Fe(VI) self-decay in the
initial total Fe(VI) loss in the presence and absence of NOM was not
greater than 5%, suggesting that the presence of NOM (2.00–10.00 mg/
L DOC) did not result in a signiﬁcant change in the relative contribution
of Fe(VI) self-decay to Δ[Fe(VI)]t (see analysis in Supplementary
Information). To simplify calculation for the following experiments, it is
decay
self decay
assumed that Δ[Fe(VI)]tself
,NOM -free water ≈ Δ[Fe(VI)]t ,NOM water . Therefore,

(3)
st

Here, r1 is the 1 -order Fe(VI) decomposition rate; and k1 is the 1storder rate constant of iron hydroxide-catalyzed Fe(VI) decomposition.
As Fe(VI) decomposed in water, the Fe(VI) concentration continuously
dropped down and the iron oxide precipitates were progressively accumulated. Consequently, the 1st-order surface-catalyzed Fe(VI) selfdecay gradually prevailed over the 2nd-order homogenous Fe(VI) decomposition, so that the overall Fe(VI) decomposition exhibited a 1storder reaction pattern. Recently, Jiang et al. [42] used a mixed 1st- and
2nd order reaction model with respect to [Fe(VI)] to describe Fe(VI)
decomposition in a borate-buﬀered heterogeneous solution. This observation is in agreement with our ﬁnding that the overall decomposition pattern was a 2nd-order reaction at the initial stage in which
the 1st-order surface-catalyzed Fe(VI) decomposition was insigniﬁcant,
but a 1st-order reaction later predominated when the 1st-order surfacecatalyzed Fe(VI) decomposition became pronounced.
A biphasic kinetics pattern was not observed in the presence of
NOM. Instead, Fe(VI) underwent an immediate reduction at the onset,
followed by the aforementioned 1st- and 2nd-order reactions, thereby
having a unique three-stage kinetics behavior (Fig. 1). Conceptual
analysis of an initial Fe(VI) loss in NOM−free and NOM−containing
water is shown in Fig. 2. The initial Fe(VI) loss was a combination of
homogenous Fe(VI) self-decay and ferrate(VI) consumption due to the
direct reactions with the rapid-reacting function groups of NOM, as
shown in Eq. (4).
decay
DOC
Δ[Fe(VI)]t = Δ[Fe(VI)]tself
,NOM water + Δ[Fe(VI)]t ,NOM

water

decay
DOC
Δ[Fe(VI)]t ≈ Δ[Fe(VI)]tself
,NOM -free water + Δ[Fe(VI)]t ,NOM

water

(5)

As seen in Fig. 2, we know
-decay
DOC
Δ[Fe(VI)]t = Δ[Fe(VI)]tself
,NOM -free water + Δ[Fe(VI)]t

(6)

Here, Δ[Fe(VI)]tDOC is the diﬀerence between Δ[Fe(VI)]t and
decay
Δ[Fe(VI)]tself
,NOM -free water , representing a nominal initial Fe(VI) loss due to
the reactions with NOM (Δ[Fe(VI)]tDOC ≈ Δ[Fe(VI)]tDOC
,NOM water ). As illu-decay
,
and
Δ[Fe(VI)]tDOC
strated in Fig. 2, Δ[Fe(VI)]t, Δ[Fe(VI)]tself
,NOM -free water
can be experimentally determined as Eqs. (7), (8), and (9), respectively.

Δ[Fe(VI)]t = [Fe(VI)]0 −[Fe(VI)]t ,NOM

(7)

water

-decay
Δ[Fe(VI)]tself
,NOM -free water = [Fe(VI)]0 −[Fe(VI)]t ,NOM -free water

(8)

Δ[Fe(VI)]tDOC = [Fe(VI)]t ,NOM -free water −[Fe(VI)]t ,NOM

(9)

water

Here, [Fe(VI)]0 is the initial Fe(VI) concentration (54 µM);
[Fe(VI)]t ,NOM water indicates Fe(VI) concertation in the presence of NOM
at time t; and [Fe(VI)]t ,NOM -free water indicates Fe(VI) concentration in the
absence of NOM at time t. As shown in Fig. 1, the initial Fe(VI) loss was
increased with the increasing DOC0. Of note, the homogenous Fe(VI)
self-decay was slowed down with the DOC0 increase because NOM
consumed Fe(VI), resulting in a lower [Fe(VI)] in Eq. (2). Hence, the
growth of Δ[Fe(VI)]t with DOC0 was primarily due to the increase in
Δ[Fe(VI)]tDOC. As seen in the insert of Fig. 1, a direct proportional relationship was observed between Δ[Fe(VI)]tDOC and DOC0 (R2 = 0.98).

(4)

Here, t is the ﬁrst sampling time (10 s in this study); Δ[Fe(VI)]t indicates the overall initial [Fe(VI)] loss in the NOM-containing water
decay
within time t; Δ[Fe(VI)]tself
,NOM water is the [Fe(VI)] consumption due to its
self-decay in the NOM-containing water within time t; and
Δ[Fe(VI)]tDOC
,NOM water is the [Fe(VI)] consumption due to its reactions with
NOM within time t.
decay
It should be noted that Δ[Fe(VI)]tself
,NOM water was less than
self decay
Δ[Fe(VI)]t ,NOM free water at any given time, because Fe(VI) self-decay in
the presence of NOM still follows Eq. (2) and the actual Fe(VI)

Δ[Fe (VI )]tDOC = αNOM DOC0

(10)
Δ[Fe(VI)]tDOC

to DOC0. In this study,
Here, αNOM is the ratio of
αNOM is the slope of the straight model line, i.e. 1.45 µM Fe(VI)·L/mg
DOC. It is known that ferrate(VI) degrades NOM principally through the
selective oxidation of electron rich organic moieties (ERMs), such as
phenol, oleﬁn, amine and aniline moieties commonly present in NOM
compounds [8]. Our recent study also reported that Fe(VI)
Fig. 2. Conceptual analysis of the initial Fe(VI) loss due to
Fe(VI) self-decay and its reactions with NOM in NOM-free
and NOM-containing simulated natural water (t, the ﬁrst
sampling time; [Fe(VI)]0, the initial Fe(VI) concentration;
[Fe(VI)]t ,NOM -free water , [Fe(VI)] in NOM-free simulated
natural water at time t; [Fe(VI)]t ,NOM

water ,

[Fe(VI)] in

NOM-containing simulated natural water at time t; Δ[Fe
(VI)]t, the overall initial [Fe(VI)] loss within time t;
-decay
Δ[Fe(VI)]tself
,NOM -free water , the [Fe(VI)] consumption due to
its self-decay in NOM-free simulated natural water within
time t; Δ[Fe(VI)]tDOC
,NOM , the [Fe(VI)] consumption due to
the reactions with NOM in the presence of NOM within
time t; Δ[Fe(VI)]tDOC , the nominal [Fe(VI)] consumption
due to the reactions with NOM in the presence of NOM
within time t).
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Furthermore, the initial losses in UV254 absorbance (ΔUV254) at
diﬀerent DOC0 exhibited a direct proportional relationship with DOC0
(ΔUV254 = 0.0037 DOC0, R2 = 0.92) (Fig. 3b), suggesting that the
added Fe(VI) was stoichiometrically in excess. In this study, the kinetics
data of ferrate(VI) decomposition and UV254 reduction within the ﬁrst
stage could not be experimentally obtained because of the too rapid
reaction rate. In a traditional approach to studying the kinetics of Fe
(VI) decomposition within a time length of a few microseconds to
seconds, a stopped-ﬂow spectrophotometer has been commonly used to
determine the variation of Fe(VI) concentration through measurement
of Fe(VI) absorbance at 510 nm [43]. However, NOM also contributes
to an absorbance at 510 nm. Consequently, the stopped-ﬂow spectrophotometry could not be used in this study to investigate the kinetics
pattern of Fe(VI) decomposition in the presence of NOM. Following an
initial ferrate(VI) loss, the overall Fe(VI) decomposition experienced a
2nd-order kinetics reaction and then a 1st-order reaction (Fig. 1), similar
with the Fe(VI) decomposition pattern observed in the NOM-free simulated natural water.
Jiang et al. [42] recently proposed that NOM could inhibit the
ferrate(VI) decomposition in water, which is in disagreement with our
ﬁnding. They compared the ferrate(VI) decomposition in NOM-free and
borate-buﬀered deionized waters as well as several natural waters at pH
7.50, and found that ferrate(VI) decayed more slowly in the natural
waters. Therefore, they concluded that NOM, similar to phosphate,
could inhibit the catalytic eﬀect of ﬁnal iron precipitates on Fe(VI)
decomposition, probably by altering the surface area of the iron precipitates and/or coating their surface. However, this might not be the
case, at least due to two reasons. Firstly, their tests did not rule out the
stabilizing eﬀect of other water matrix constituents such as bicarbonate
on the Fe(VI) decomposition. For example, in the following tests, Jiang
et al. [42] validated that bicarbonate, which was present in the natural
waters (the major chemical species contributing to alkalinity at pH
7.50) but not in the NOM-free deionized water, could similarly slow
down the Fe(VI) decomposition. Secondly, the slower initial Fe(VI)
decomposition rates in the natural waters observed in their study might
not be associated with NOM, because little iron oxides capable of catalyzing Fe(VI) decomposition were produced at the initial reaction
stage and thus the stabilizing eﬀect of NOM through sequestering these
decomposition products would be limited.
Our studies suggest that the initial Fe(VI) consumption due to NOM
accounted for a major fraction of the overall initial Fe(VI) loss under the
studied conditions, increasing from 77.7% at 2.00 mg/L DOC to 92.4%
at 10.00 mg/L DOC, as shown in Fig. 4. This ﬁnding highlighted the
essential role of NOM in the instant Fe(VI) consumption at the onset. To
further investigate the eﬀects of diﬀerent NOM isolates on the initial
ferrate(VI) losses, three sets of Fe(VI) decomposition tests were carried
out in the simulated natural water with HA, FA, and HPI fractions
isolated from the Suwannee River NOM, respectively (DOC = 4.00 mg/

Fig. 3. UV254 reduction with time during ferrate(VI) decay in the simulated natural water
at diﬀerent NOM concentrations (mg/L DOC) (pH = 7.50; [Fe(VI)]0 = 54.0 µM): (a)
UV254 vs. time; and (b) Initial UV254 reduction vs. DOC0 (the error bars in the inset represent one standard deviation).

preferentially decomposed hydrophobic and transphilic fractions of
NOM, but reacted very slowly with the hydrophilic group [33]. Because
UV absorbance at 254 nm (UV254) is a more sensitive aggregate organic
parameter than DOC to examine NOM degradation with Fe(VI) [33],
another set of tests were performed to monitor the UV254 absorbance
variation with the ferrate(VI) decomposition in the NOM-containing
simulated natural water (Fig. 3a). A signiﬁcant reduction in UV254
absorbance was observed only at the onset of the reaction, but UV254
absorbance showed little reduction thereafter, implying that a vast
majority of reactions between UV-absorbing moieties and ferrate(VI)
were instantly completed. This observation validated the postulation of
Jiang et al. [42] who found that the estimated initial Fe(VI) concentrations from AQUASIM (a kinetic simulation computer program)
were lower in some natural waters than those in deionized water, and
thus assumed that the diﬀerence was caused by rapid reactions of Fe
(VI) and NOM in the natural waters. Of interest, the reduced UV254 after
ferrate(VI) decomposition only accounted for a small portion of total
UV254 absorbance (< 11%), which was less than the typical fraction of
hydrophobic NOM in term of UV254 absorbance. The diﬀerence was
likely caused by the fact that Fe(VI) rapid-reacting UV-absorbing moieties, which commonly existed on hydrophobic NOM, might only contribute to a limited fraction of total UV254 absorbance. Although ferrate
(VI) could readily eliminate part of the UV254 absorbance through the
attack of these functional groups in hydrophobic molecules, it could not
largely reduce total UV254 absorbance. Consequently, the residual
UV254 absorbance was contributed from hydrophilic NOM that ferrate
(VI) diﬃcultly decomposes [33], slow or non-ferrate(VI) reacting UVabsorbing moieties present on hydrophobic NOM, and the product
moieties on hydrophobic NOM after ferrate(VI) oxidation of UV-absorbing functional groups.

Fig. 4. Fractions of Fe(VI) consumption due to the reactions with NOM in the initial Fe
(VI) reduction at diﬀerent NOM concentrations (pH = 7.50 and [Fe(VI)]0 = 54 µM; the
error bars in the inset represent one standard deviation).
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Fig. 5. Ferrate(VI) decomposition with diﬀerent NOM
isolates in the simulated natural water (pH = 7.50; [Fe
(VI)]0 = 54.0 µM; DOC = 4.00 mg/L; symbols and
lines represent the measured and model data, respectively; solid lines indicate the initial Fe(VI) reduction
in the 1st stage; dash lines indicate the modeled 2ndorder decomposition results in the 2nd stage; dot lines
indicate the modeled 1st-order decomposition results in
the 3rd stage; and the insert shows the initial Fe(VI)
loss due to diﬀerent NOM isolates; the relative standard deviations of Fe(VI) decomposition results are <
5%).

alkalinity to its original level. Other chemicals in the natural water
were assumed to have insigniﬁcant inﬂuences on Fe(VI) decomposition.
As seen, Fe(VI) exhibited a three-stage decomposition kinetics pattern
at all the DOC0 levels (1.00–4.44 mg/L DOC), which is consistent with
the aforementioned ﬁnding in the simulated natural water. That is, an
initial Fe(VI) loss was followed by a 2nd-order degradation and then a
1st-order decomposition. Because a NOM−free natural water was unavailable for the tests, the method previously used was slightly modiﬁed to determine αNOM for the natural water sample (i.e., the ratio of
initial Fe(VI) loss due to NOM to DOC0 in Eq. (10)). It is assumed that Fe
(VI) decomposition in the natural water still obeyed Eqs. (9) and (10).
Therefore, the initial Fe(VI) decompositions (Δ[Fe(VI)] tDOC1 and Δ[Fe
(VI)]tDOC2) due to the reactions with diﬀerent DOC0 (i.e., DOC1 and
DOC2) can be written as Eqs. (11) and (12), respectively.

L) (Fig. 5). With any NOM isolate, Fe(VI) decomposition still followed a
three-stage kinetics pattern. Both of FA and HA caused a greater initial
Fe(VI) consumption (7.08 and 7.40 µM Fe(VI) loss for HA an d FA, respectively; and 2.16 µM Fe(VI) loss for HPI; DOC = 4.00 mg/L), in
agreement with these ﬁndings of previous studies [14,39,44] that ferrate(VI) favorably oxidizes hydrophobic NOM fractions instead of the
hydrophilic group. Previous studies demonstrate that ferrate(VI) selectively oxidizes ERMs and preferentially attacks the NOM molecules
with conjugated C = C double bounds or with aromatic structures
[8,33]. Although certain functional groups readily oxidized by Fe(VI)
(e.g. amino acids) exist in hydrophilic NOM molecules [45], the hydrophilic fraction is generally less aromatic and also characterized with
a lower SUVA [46,47].
Fe(VI) decomposition kinetics in the NJ-TO natural water was also
investigated as shown in Fig. 6. The raw water sample had a DOC0 of
4.44 mg/L and an initial alkalinity of 105 mg/L as CaCO3. To evaluate
the impact of DOC0, the sample was appropriately diluted with NOMfree distilled water to achieve diﬀerent DOC0 (i.e. 1.00, 2.00, and
4.00 mg/L). Considering that bicarbonate had a potential stabilizing
eﬀect on the Fe(VI) decomposition, an appropriate mass of NaHCO3
was externally introduced to the diluted natural water to recover

Δ[Fe(VI)]DOC1
= [Fe(VI)]t,NOM-free water −[Fe(VI)]DOC1
t
t,NOM water = αNOMDOC1
(11)

Δ[Fe(VI)]DOC2
= [Fe(VI)]t,NOM-free water −[Fe(VI)]DOC2
t
t,NOM water = αNOMDOC2
(12)
The diﬀerence between Δ[Fe(VI)]

DOC1
t

and Δ[Fe(VI)]t

DOC2

can be

Fig. 6. Ferrate(VI) decomposition in a natural river water
(NJ-TO) (pH = 7.50; [Fe(VI)]0 = 54.0 µM; symbols represents the measured data; solid lines indicate the initial
Fe(VI) reduction; dash lines indicate the modeled 2nd-order
decomposition results; dot lines indicate the modeled 1storder decomposition results; the insert shows the ([Fe
(VI)]DOCi − [Fe(VI)]1.00 mg/L) vs. (DOCi – 1.00 mg/L),
where [Fe(VI)]1.00 mg/L = the initial Fe(VI) consumption
by NOM at DOC0 = 1.00 mg/L; [Fe(VI)]DOCi = the initial
Fe(VI) consumption by NOM at DOC0 = DOCi; and
DOCi = 2.00, 3.00 and 4.44 mg/L; the relative standard
deviations of Fe(VI) decomposition results are < 5%, not
shown here; and the error bars in the inset represent one
standard deviation).
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water treatment applications typically experiences three diﬀerent
stages composed of an initial loss due to the direct reactions with NOM,
2nd-order homogenous decomposition, and 1st-order surface-catalyzed
decomposition. The initial Fe(VI) loss may be signiﬁcant in a NOM-rich
raw water, particularly when hydrophobic isolates account for a substantial fraction of dissolved organic matter. Consequently, the immediate loss of Fe(VI) may greatly reduce the eﬀective Fe(VI) oxidant
exposure for elimination of target pollutants in water. Hence, the
stoichiometric relationship between the immediate Fe(VI) loss due to
NOM and dissolved organic carbon in a speciﬁc water source needs to
be determined prior to Fe(VI) application. In order to answer this
question, an approach has been further developed in this study to estimate initial Fe(VI) loss due to NOM in simulated and real raw waters.
Results show that the initial Fe(VI) loss due to NOM is linearly correlated with SUVA of raw water, regardless of water sources and initial
DOC. This quantitative relationship provides a foundation for the determination of ferrate(VI) loss in the initial stage. The information is of
importance to accurately determine ferrate(VI) exposure and dose in
water to achieve the expected treatment eﬃciencies of target contaminants.

computed as below.

αNOMDOC2−αNOMDOC1 = Δ[Fe(VI)]DOC2
−Δ[Fe(VI)]DOC1
t
t
= ([Fe(VI)]t,NOM-free water −[Fe(VI)]DOC2
t,NOM water )
−([Fe(VI)]t,NOM-free water −[Fe(VI)]DOC1
t,NOM water )
DOC2
= [Fe(VI)]DOC1
t,NOM water −[Fe(VI)]t,NOM water

(13)

Therefore, αNOM can be determined as follows.

αNOM =
=

−Δ[Fe(VI)]DOC1
Δ[Fe(VI)]DOC2
t
t
DOC 2−DOC1
DOC2
[Fe(VI)]DOC1
t,NOM water −[Fe(VI)]t,NOM water
DOC 2−DOC1

(14)

1.00 mg/L
6 shows that ([Fe(VI)]DOCi
t,NOM water - [Fe(VI)]t,NOM water )
2
correlated with (DOCi–1.00 mg/L) (R = 0.99).

The insert of Fig.
was indeed linearly
Here, DOCi is 1.00, 2.00, 3.00 and 4.44 mg/L, separately. The slope of
the straight model line is αNOM for the natural water sample (1.35 µM
Fe(VI)·L/mg DOC), which was slightly less than αNOM for the above
NOM-containing simulated natural water (1.45 µM Fe(VI)·L/mg DOC).
The natural water NOM was characterized with a lower SUVA (4.12 L/
m ·mg DOC) than Suwannee River NOM (4.30 L/m ·mg DOC), and thus
had a lower content of dissolved aromatic organics that were more
readily oxidized by Fe(VI) [48]. Consequently, a lower Fe(VI) consumption was caused due to the reactions with the natural water NOM.
The aforementioned method provides an approach to estimating the
initial ferrate(VI) loss due to NOM in natural water sources. In this
manner, initial Fe(VI) consumption by NOM was determined for raw
water collected from ﬁve other WTPs, including two reservoir waters
(i.e. NJ-SH and WA-DU) and three river waters (i.e. NJ-BR, IA-DA, and
IL-PE). αNOM vs. SUVA in the ﬁve raw water samples, in addition to the
simulated drinking water (SDW) and NJ-TO, is shown in Fig. 7. As seen,
for the seven simulated and real natural waters, SUVA ranged within
2.18–4.42 L/mg·m, while αNOM varied between 0.66 and 1.45 µM Fe
(VI)·L/mg DOC. Of extreme interest, αNOM only exhibited a strong
linear correlation with SUVA, regardless of surface water source types
or initial DOC levels (αNOM = 0.27SUVA + 0.18, R2 = 0.71), again indicating that the quantity of Fe(VI) rapid-reacting NOM moieties per
unit NOM mass was positively related to SUVA. The quantitative relationship between αNOM and SUVA is of essence because it enables the
estimation of the initial Fe(VI) loss due to the reactions with NOM,
which accounts for a dominant fraction of initial Fe(VI) loss, based on
the characteristics of NOM in raw water.
This study demonstrates that ferrate(VI) decomposition patterns in
water rely upon the presence or absence of NOM. Under the two scenarios of ferrate(VI) application for drinking water treatment, i.e. preoxidation and disinfection, NOM is a major water matrix constituent,
given that NOM is ubiquitous in raw water and is not eﬀectively removed by traditional water treatment. Therefore, Fe(VI) decay during

4. Conclusions
The major conclusions of this study are as follows.

• Fe(VI) decomposition in the absence of NOM exhibits a biphasic
•
•
•
•
•

kinetic pattern, i.e. the ﬁrst stage dominated by a 2nd order homogenous Fe(VI) self-decay followed by the second stage prevailed by a
1st order surface-catalyzed Fe(VI) decomposition.
Fe(VI) decomposition in the presence of NOM exhibits a three-stage
kinetic pattern, including an initial Fe(VI) loss followed by the
aforementioned two stages occurring in the absence of NOM.
The initial Fe(VI) loss is due to Fe(VI) self-decay and instant reactions with the rapid-reacting function groups of NOM, of which the
latter accounts for a major fraction of the initial Fe(VI) consumption.
The initial Fe(VI) loss due to NOM is in direct proportion to initial
DOC.
Fe(VI) instantaneously reacts with UV-absorbing moieties of NOM.
The initial loss of UV254 absorbance is in direct proportion to initial
DOC.
Hydrophobic fractions of NOM (i.e. HA and FA) cause a greater
initial Fe(VI) loss than hydrophilic fraction, because Fe(VI) selectively oxidizes hydrophobic NOM molecules but slowly reacts with
hydrophilic compounds.
Initial Fe(VI) loss due to NOM is linearly correlated with SUVA in
raw water, irrespective of water source types or initial DOC levels.
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